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THE

INFLUE~CE

OF SOLVENT ON THE DECOMPOSITION OF TRICHLORACETIC ACID

J.

N. PEARCE and A. C. NELSON*

It is a well known fact that the rate of a given reaction is dependent upon the temperature, upon the nature and the concentration of the reactants and upon the presence of catalysts. But that
which is not so well known is the mechanism by which these different factors actually influence or modify the rate of chemical change.
More particularly is this true for mono-molecular reations the
number of which is known to be relatively few.
It was Arrhenius 1 who first postulated the existence of an equilibrium between two types of molecules, inactive and active, the
rate of reaction depending upon the concentration of the active
molecules present. A rise in temperature favors the formation of
the active type. He has expressed the relation between the reaction
velocity constant and the temperature by the familiar relation
d Ink_ E
RT2'

dT-

(1)

where E is the energy required to activate one mol of the inactive
form.
·
Employing the methods of statistical mechanics and the Boltzmann distribution principle Marcelin 2 and Rice 3 have also developed relations similar to that of Arrhenius. They assume that a
given quantity of energy is required to convert a mo! of normal
molecules to active molecules, and then correlate this energy of
activation with the fraction of the molecules in the system which
are in the active state. While Trautz 4 was the first to suggest that
reactions of the ordinary thermal type are produced by infra reel
radiations, it is Lewis 5 who is responsible for the early development of the idea that radiation is necessary for chemical reaction.
* A portion of a dissertation submitted by A. C. Nelson to the Graduate College of the
State University of Iowa in partial fulfilment of the requirements for the degree of
Doctor of Philosophy.
1 Arrhenius, Z. physik. Chem., 4, 226 (1889).
2 Marcelin, Compt. rend., 157, 1419 (1913); 158, 116, 407 (1914); Ann. Phys., 120
(9), 3, 120 (1915).
3 Rice, Brit. Assoc. Rep., 397 (1915).
4 Trautz, Z. anorg. Chem., 102, 81 (1918); 106, 149 (1919); Z. wiss. Photochem.,
4, 160 (1906).
"Lewis and Lambie, J. Chem. Soc., !OS, 2338 (1914); Lewis, ibid., 109, 796 (1916).
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Both he and Perrin 6 have applied radiation considerations to the
derivation of expressions for reaction velocities. The basis of
Lewis' theory lies in the assumption that the effect of temperature
on reaction velocity is due to a change in the internal energy of
the molecule rather than to changes in kinetic energy. The theory
also suggests that the activation of molecules is clue to the absorption of energy in the form of infra red radiations present in the
system by virtue of its temperature, the addition of energy being
made in terms of quanta of the absorbable type. Further, the
amount and nature of the radiation present in the system must play
a r:lefinite part in the reactivity of a given species. Hence, the
active mass of the species is not simply proportional to its concentration, but it depends simultaneously on the radiational environment. The observed reactivity is the product of the two effects.
The active mass is, in fact, identical with the number of molecules
brought per second into the active state by means of the radiation
present in the system. The fundamental assumption is that the
radiational environment can be identified with radiation of the
absorbable type present throughout the system. According to I ,ewis
also, the active mass for a species spontaneously decomposing is
proportional to its concentration multiplied by the radiation density of the type which it can absorb, the radiation being present
by virtue of the temperature of the system. If the -radiation density
is too small, the substance will not react however great its concentration may be. On this view the function of a positive catalyst
(added catalyst or solvent) is to increase the radiation density of
the type absorbable by the reactant. In this way a greater number
of the molecules of the reactant attain the critical value for their
internal energy per second, thus resulting in an increase in reaction
velocity.
It is a well known fact also that the solvent is capable of modifying the reaction velocity to a marked degree, and the effect is
usually regarded as catalytic in nature. The physical properties of
a very dilute solution are determined almost entirely by the solvent.
Each solvent should exert a specific effect due to differences in
chemical constitution and, therefore, in radiation density. Again
the radiation density is found to be dependent on the cube of the
index of refraction, which for long wave lengths is known to be
approximately proportional to the square root of the dielectric constant. The dilelectric constant is in turn intimately connected with
observed reaction velocities. The radiation hypothesis is at present
6 Perrin, Ann. Physique, (9), 11, 5 (1919).
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in bad repute, especially in its applicability to mono-molecular reactions. The reaction velocities calculated from radiation frequencies
are found to be markedly smaller than the velocities experimentally
determined. Many attempts have been made to alter the application of the radiation hypothesis in order to find relations which
will better correlate the values calculated from radiation frequencies with the measured reaction velocities. These will not be taken
up at this time.
Most of the attempts to apply critically the mono-molecular
velocity equations have been made on systems in which the reactants are gaseous. Since gaseous reactants are not involved in the
present investigation, a discussion of these reactions is purposely
omitted.
Dhar 7 has attempted to apply the theory of mono-molecular reactions to solutions. In this he studied the decomposition of trichloracetic acid to chloroform and carbon dioxide in water solution.
He states that the reaction is mono-molecular and indicates that it
is photochemical in nature. The temperature coefficients for the
dark and light reactions were found to be 4.28 and 3.60, respectively. He suggests that the larger temperature coefficient for the
reaction in the dark is additional evidence for the photochemical
nature of the decomposition of the acid. Goldschmidt and Brauer 8
report a similar decomposition of trichloracetic acid in aniline.
They show that the rate of decomposition corresponds to the ordinary mono-molecular type. For the range 25° to 35° the temperature coefficient for a ten degree rise is found to be 4.47.
H the radiation theory is to be considered, it is quite obvious
that a variation in the nature of the medium will influence the
reacton by a change in the energy absorbed. Any alteration in the
environment should involve a change in the absorption of both
thermal and photochemical energy. The reaction velocity should
depend therefore upon the solvent used.
\Vith the hope of obtaining further insight into the mechanism
of the decomposition of trichloracetic acid, we have studied the
velocity of its decomposition in a number of solvents and in certain
binary solvent mixtures, both in the light and in the dark.
The solvents used were carefully purified by the approved
standard methods. The trichloracetic acid was Eastman's pure
product. Because of its hygroscopic nature it was redistilled as
needed and kept in a desiccator over concentrated sulphuric acid.

0

7 Dhar and Banerji, Z. anorg. Chem., 134, 172 (1924).
$ G§ll~&chmidt .arul Brauer, Ber., J9, 109 (1906).
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A standard solution of approximately 0.05 N barium hydroxide
was used in titrating the undecomposed acid. This was prepared
from the chemically pure hydroxide and carbon dioxide-free water.
Phenolphthalein was used as the indicator.
The thermostat was a large double-wall air bath, electrically
heated and electrically controlled at any desired temperature to
± 0.10°. A specially designed reaction flask fitted with a ground
glass stopper was used. This fl.ask was suspended through the top
of the thermostat in such a way that samples of the reaction mixture could be removed without taking the fl.ask from the thermostat.
The source of illumination was in most cases a 75-watt, nitrogen
filled tungsten lamp placed inside the air bath land always nine
inches directly below the reaction fl.ask. A heavy tightly woven
black sack drawn tightly over the reaction fl.ask served to exclude
all light when the reaction velocities were measured in the dark.
In this work we have made use of the entire thermal and
photochemical radiations from the lamp; we have not attempted
to study the influence of any particular frequencies. The method
of measuring the progress of the reaction consisted in removing
samples of the reaction mixture at definite intervals of time. These
were run into a definite volume of ice water and the mixture
titrated with barium hydroxide solution. In cases where aniline and
chloroform were used as solvents ninety-five percent alcohol was
used as the titration solvent since this gives a homogeneous solution for titration, whereas water does not.
The value of the velocity constants were calculated by means
of the well known expression
k=_! ln~
t
A-x'

(2)

in which t is the time measured in minutes, A is the initial concentration of the acid and A-x is the concentration at the time t, both
expressed in cc. of the standard barium hydroxide solution. The
ratio of the constant k at any two temperatures ten degrees apar~
gives directly the temperature coefficient of the reaction. The heat
of activation, Q, was calculated by means of the integrated form
of the equation of Arrhenius ( 1),

ln~=_Q
ki R

[l..T, -1-J.
T2

(3)

The arithmetical mean of all values of k give a. result in. which.
the errors of measurement in individual cases have equal weights.
To eliminate this effect and to obtain the most probable value of k,
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we plotted the logarithms of the concentrations against the time
as abscissae. For uni-molecular reactions this curve is a straight
line. In every series a majority of the points fell exactly upon a
straight line, the few that did not were only slightly removed and
were uniformly distributed on both sides of the curve. Two values
of the time and the corresponding logarithms were read from each
curve and with these we calculated the velocity constant k. The
temperature coefficients, k 1 /k 2 , and the energy of activation, Q,
were calculated from these corrected velocity constants.
EXPERIMENTAL RESULTS

The velocity of decomposition of trichloracetic acid in water
solutions was studied at two temperatures, 70° and 80°. At these
tenl.peratures the reaction velocity is readily measurable. The solutions were prepared immediately before using and quickly
heated to the temperature of the thermostat before they were
placed in it. When sufficient time had elapsed to permit the
solution to come to thermal equilibrium the first sample was
removed and titrated. The subsequent samples were taken at definite intervals and the results were calculated as already described.
Each value of k is the mean of at least three closely concordant
experimentally determined values. The source of illumination was
a 75-watt nitrogen filled lamp. The results are given in Table I.
Table I -The Velocity of Decomposition of Trichloracetic Acid in Water
at 70° and 80°
LIGHT

DARK

0.0008912
0.00134251
k 8 /k70 = 3.84(3
Q = 32G79 cals.

0.0007149
0.002(3719
k 8 /k70 G.G15
Q = 28824 cals.

=

A series of experiments were made at exactly the same temperatures using a 200-watt nitrogen filled lamp as the source of illumination. The values of k 70 and k 80 were found to be 0.0010221 and
0.0039600, respectively. The temperature coefficient, k 80/k 70 , is
therefore 3.874 and the corresponding heat of activation, , Q is
32572 cals.
The velocity of decomposition of trichloracetic acid was determined in pure aniline and in a series of four different binary
mixtures of aniline and chloroform. For th~ sake of brevity we
have summarized the results obtained in Table II.
Published by UNI ScholarWorks, 1929

5

Proceedings of the Iowa Academy of Science, Vol. 36 [1929], No. 1, Art. 45
256

IOWA ACADEMY OF SCIENCE

Table II - The Velocity of Decomposition of Trichloracetic Acid in Aniline-Chloroform Mixtures at 50° and 60°
(IN THE LIGHT)
MoL-PE:RCENT
ANILINE

k50

k60

100.0
87.5
75.0
62.5
50.0

0.0021126
0.0015267
0.0011578
0.0006766
0.0005783

0.0051424
0.0047170
0.0037191
0.0024622
0.0015628

l

k60

Q

k50

CALS.

2.434
3.090
3.212
3.639
2.702

19005
24109
24932
27598
21238

(IN THE DARK)

100.0
87.5
75.0
62.5
50.0

0.0017206
0.0012602
0.0008556
0.00061525
0.00049067

0.0048377
0.0043768
0.0026720
0.0019838
0.0011570

2.812
3.473
3.123
3.224
2.3-58

I

22090
26600
24331
25012
18327

The velocity of decomposition of the acid was also determined in
a single 50 mol-percent binary mixture of aniline and toluene. The
results are given in the following table.
Table III - The Velocity of Decomposition of Trichloracetic Acid in
Aniline-Toluene Mixtures at 50° and 60°
LIGHT

DARK

0.000460
0.0012064
k 6 /k 50 = 2.623,
Q = 20604 cals.

0.0004271
0.0009976
k 6 /k 50 = 2.233
Q = 17164 cals.

Other solvents were used in our quest to determine the influence
of solvent upon the rate of decomposition of trichloracetic acid.
With ethyl and methyl alcohol the velocity constants calculated for
uni-molecular reactions not only varied widely in each experiment,
but they also varied from one series to another. These variations
were found to be due in large measure to esterification. To eliminate the influence of esterification we attempted to determine the
reaction velocity in binary mixtures containing the alcohols and
water. In these we were likewise unsuccessful. The dominating
reaction in either alcohol is one of ester formation and the ester
is stable under the conditions. The presence of a relatively large
proportion of water did not sufficiently reduce the esterification t~
permit us to measure the velocity of decomposition of the pure
acid. The reaction velocity in pyridine even at 80° was too slow
to make accurate determinations at twenty-four hour intervals. Solutions in chloroform and toluene at 50° and 80°, respectively,
showed no detectable decomposition. The last two solvents were
used as diluents for aniline.
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The results obtained from the study of the decomposition of
trichloracetic acid in the solvents used show certain definite relations. The velocity of the reaction in water solution increases as
the intensity of the light is increased; the increase in velocity due
to change in light intensity, however, is not of the same order of
magnitude at the two temperatures. Naturally then the temperature coefficients of the light reactions should show some variation
with the temperature. The coefficient of the. reaction in the dark
is 3.315; that illuminated by the 75-watt lamp is 3.843, while the
temperature coefficient of the reaction in the light of a 200-watt
lamp attains the slightly higher value of 3.874. The velocity constants at the two temperatures seem to increase in such a way as
to make the temperature coefficients practically independent of the
light intensity. Our results show definitely that the temperature
coefficient of the reaction in the dark is less than that in the light.
This is contradictory to the results reported by Dhar. 7 He reports
that the temperature coefficient in the dark is greater than that in
the light. He concludes therefore that the reaction is photochemically catalyzed on the basis of the assumption that the temperature
coefficient of an uncatalyzed reaction should be greater than that
of the same reaction when it is catalyzed.
The fact that the reaction velocity is increased by an increase in
the intensity of the light while the temperature coefficients are
not simply suggests that the light is simply furnishing energy corresponding to the thermal energy ·in the system itself. The action
of the light applied will be to increase the velocity of the reaction,
but its influence will not result in a larger temperature coefficient
in the dark than in the light.
On the basis of the photochemical absorption theory the reactant
itself may absorb light radiation of the frequency required to
activate the molecules, or the solvent may absorb the photochemical radiation and then indirectly furnish the energy to the molecule of the reacting substance. The frequency of the radiation
necessary to activate the trichloracetic acid molecules, calculated
from the values of Q for the reaction in water, corresponds to
wave-lengths ranging approximately from 9000 A to 1000 A. This
range lies in the infra reel spectrum in which water shows marked
absorption. The effect of light seems to be merely that of increasing the intensity of the infra red radiation and thereby the radiation
density in the system. The increase in the radiation density pro-·
duces an increase in the decomposition velocity due to absorption
of the energy of the radiation.
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From the data obtained the decomposition reaction is more rapid
in aniline than water. The absence of any detectable decomposition in chloroform and toluene, either in the dark
or in the light, indicates that the nature of the solvent itself is
primarily the determining factor in the decomposition reaction.
The influence of solvent is perhaps better seen in a comparison of
the data obtained for the reaction in solvent mixtures containing
aniline and chloroform, Table IL In this series of mixtures we
have one solvent in which the rate of decomposition is relatively
high, and one in which the velocity is so slow as to be non-detectable. An inspection of the data, as also of its graphic representation,
shows that the reaction velocity decreases as the proportion of
aniline in the solvent mixture decreases. In every solvent mixture,
however, the reaction velocity is increased by the light. The temperature coefficient in the dark is less than that in the light for the
mixtures containing the three lowest concentrations of aniline, but
it is larger in pure aniline and in the mixture containing 87.5 molpercent of aniline. This variation in the relative temperature coefficients for the dark and the light reactions in aniline-chloroform
mixtures indicates some marked change in the effect of solvent on
the reaction. At some composition of the binary solvent mixture between 75 and 80 mol-percent of aniline there is a transition in the
nature and the influence of the solvent. The exact nature of this
change and the reason for it cannot be given. If we are to accept
as our criterion of photochemical catalysis the distinction made by
Dhar, 7 then it might be proper to assume that in some solvent
mixture of approximately this composition the influence of light
changes from a simple photochemical effect to a photocatalytic
effect.
The values of Q, the heat of activation, corresponding to the
temperature coefficients measured under the different light conditions and for the different solvent mixtures vary from 18327 to
27598 cals. The wave-lengths for the absorbed radiation calculated
from these values of Q are approximately 10000 A to 15600 A.
These are in the infra reel region of the spectrum and should be
the active radiations, if the radiation theory is correct. However,
no absorption of infra red radiation in this region has been found
for aniline. Aniline does show strong absorption at 30000 A and a
less strong absorption at 55500 A and 58200 A.
The reaction velocities determined for the decomposition of
trichloracetic acid in a 50 mol-percent aniline-toluene mixture are
markedly less than are the velocities found. in pure aniline. The

https://scholarworks.uni.edu/pias/vol36/iss1/45
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individual reaction velocities are, however, greater in the light
than in the dark. The temperature coefficient of the reaction in the
light is also greater for the reaction in the light than for that in
the dark. These facts should indicate the purely photochemical
nature of the. reaction without implying any photocatalytic effect
on the part of the light.
VI e have calculated the velocity constants of the individual reactions by means of the equation deduced by Dushman, 9 viz.,
Q
4.571 T

log k =10.0203 +log Q A ___A_._.

QA is the heat of activation. For water as solvent the calculated
constants for the reaction at 70° and 80° in the dark are only about
seven times smaller than the observed constants ; the calculated
values for the reactions in the light are of the order of 6"10-4 times
smaller than those experimentally determined.
·
vVe have also attempted to calculate the reaction velocity constants by means of the equation derived by Lewis, 10
k=8x0.17' v. e~Q/RT.

In this v is the calculated frequency and Q is the heat of activation
as before. Here again there is no agreement between the observed
and calculated velocity constants. The former are from 2 x 10- 3 to
2 x 10 4 times the observed constants.
SUMMA'RY

The velocity of decomposition of trichloracetic acid to chloroform and carbon dioxide has been determined for its solutions in
water, aniline and in binary solvent mixtures of aniline and chloroform, and of aniline and toluene. In all the these the decomposition
follows the general uni-molecular reaction law. In ethyl and methyl
alcohol and in chloroform, toluene and pyridine there is no measurable decomposition, if at all.
The reaction is found to proceed more rapidly in the light than
in the dark, regardless of the nature of the solvent. The temperature coefficients of the reaction in the light are greater than those
in the dark for all of the solvents studied, except in pure aniline
and in the aniline-chloroform mixture containing 87.5 mol-percent
of aniline. Only in the last two solvents is the photocatalytic influence of the light assumed to be possible. In all of the other solvents
studied the light seems to act only in increasing the absorbable
radiation density of the system.
The heats of activation per mol of acid have been calculated for
9 Dushman, J. Am. Chem. Soc., 43, 397 (1921).
10 Lewis, Phil. Mag., 46, 327 (1923).
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each solvent. The velocity constants calculated from the heats of
activation by the equations of Dushman and of Lewis do not even
approximate the experimentally determined values.
STATE UNIVERSITY o:F IowA,

IowA

Cnv, IowA.
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